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Appearance of a solid phase from aqueous solution, known as precipitation, is responsible for
the formation of numerous natural materials and technological products. Therefore, the know-
ledge on mechanisms of elementary processes involved in precipitation should be considered
in the areas such as geology, oceanology, biomineralization, medicine, basic chemical and
pharmaceutical industries, analytical and materials chemistry in particular. Calcium carbonates
are a very suitable model system for investigations of these processes. Owing to their low solu-
bility, a wide range of initial supersaturations can be achieved that direct to different conditions
under which a particular process dominates. Calcium carbonates can precipitate in the form of
six modifications (polymorphic or hydrated). In the Laboratory for Precipitation Processes, sys-
tematic investigations of the conditions for formation, crystal growth and transformation of
amorphous calcium carbonate, calcium carbonate hexahydrate, calcium carbonate monohydra-
te, vaterite and calcite have been performed during the last nearly twenty years. An overview
of these studies is presented.
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INTRODUCTION
Precipitation of a solute from its homogeneous solution
is one of the possible ways by which a substance is
transformed from one (liquid) phase into another (solid).
According to one of the definitions,1 precipitation from
solution is regarded as a fast crystallization. Since the
speed of crystallization is proportional to supersatura-
tion, it can be considered that precipitation starts at high
supersaturations. Only relatively insoluble substances
develop high supersaturations, so that precipitation can
also be considered the crystallization of sparingly so-
luble substances.
A number of processes are involved in precipitation
and these are shown in Figure 1.2 Precipitation starts with
a nucleation process (homogeneous or heterogeneous) in
a supersaturated solution. Nucleation is often energeti-
cally the most difficult process in the sequence of pre-
cipitation events, because this step will start only if the
energy barrier associated with the extra surface energy
(change of the Gibbs energy) of the clusters (nuclei) for-
mation is overcome. Nuclei form either as spontaneous
associates (embryos, homogeneous nuclei) of growth units
(molecules, ions or atoms) from the solution or by using
the surface of a foreign solid phase (impurity particles)
already present in the solution (heteronuclei). The dimen-
sions of nuclei are negligible (typically less than 100
growth units) and the consumption of substance from the
solution during nucleation is rather small. The nuclei
formed grow into crystallites, with an occasional parallel
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formation of secondary nuclei (initiated by the presence
of the crystallizing solid phase itself). This process, known
as crystal growth, is accompanied by the most significant
changes in the solution concentration of the precipitating
phase. Crystal growth itself is a complex process which
may be considered to occur in two main groups of ele-
mentary processes that take place either at some distance
from the crystal surface or at the crystal-solution inter-
face. These elementary processes are, respectively, dif-
fusion and/or convection of growth units through the bulk
of solution toward the crystal-solution interface, and sur-
face integration processes at the crystal-solution interface.
The slowest of these consecutive processes becomes the
rate-determining of the overall crystal growth rate.1–3
The solid phase thus formed (crystals) undergoes further
changes in physical and/or chemical properties. These
secondary changes occur under conditions close to equi-
librium and are the consequence of the tendency of the
precipitation system to establish equilibrium. Theoreti-
cally, precipitation terminates when the crystals present
in the system form one crystal in equilibrium with the
saturated solution. In practice, precipitation is completed
when crystals reach a size that causes sedimentation. The
process that leads to equilibrium is called ageing and takes
place through several possible ways. Ostwald ripening
(dissolution of small and simultaneous growth of large
particles) and recrystallization are the mechanisms that
probably always occur in the early stages of the precipi-
tate formation. Coagulation and agglomeration, followed
by sintering, change the initial dispersion of the system
by formation of more stable large aggregates. Unstable
and metastable solid phases, which often precipitate ini-
tially, transform into thermodynamically stable modifi-
cations. These metastable phases (polymorphs, hydrates
or amorphous substances) have various thermodynamic
stabilities that manifest itself as a difference in solubility
at given conditions. The phenomenon was recognized and
formulated by Ostwald4 as his Law of Stages. According
to this law, the least stable phase, having the highest
solubility, precipitates first and subsequently transforms
to the more stable one. The transformation occurs either
by internal rearrangements of atoms, ions or molecules
(solid-state transition)5–7 or by dissolution of the meta-
stable phase(s) in the solution with which this phase(s) is
in contact, and simultaneous precipitation of the stable
phase from the same solution (solution mediated trans-
formation).8–12
Physical-chemical properties (e.g. particle size, mor-
phology, chemical and mineralogical composition) of
solid (inorganic) materials, produced by precipitation from
aqueous solutions, depend on a series of factors. The ef-
fect of a particular of these factors is usually more pro-
nounced during one of the precipitation processes (nu-
cleation, crystal growth or ageing). By choosing a larger
number of suitable precipitation model systems and by
varying experimental conditions and techniques, it is pos-
sible to separate and emphasize the action only of one of
these processes and eventually gain generic answers about
the behaviour of the precipitated materials.
The investigation of precipitation processes in our
Laboratory started in 1968, when it was founded at the
Ru|er Bo{kovi} Institute. Herein we report our own
contribution to this field, on the example of calcium car-
bonate (CaCO3), the model system chosen primarily for
the study of fundamental precipitation processes but also
for the study of problems related to calcium carbonate
being a commercial material and a constituent in many
natural systems.
Calcium carbonate is the most important material for
use as a filler and pigment in the production of paper,
rubber, plastic, pharmaceuticals, food, paint, textiles and
many other materials. It also has a significant impact on
energy production and water treatment (scaling) and is
widespread in the natural environment (biological sys-
tems:13–15 mollusc shells, egg shells, pearls, corals and
exoskeletons of arthropods, calculi, etc.; geological sys-
tems:16,17 sedimentary rocks, calcerous travertine). In all
these instances, chemical composition and polymorphism,
crystal size distribution and morphology of the crystals,
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Figure 1. Stages and pathways of precipitation processes (after
Ref. 2).
as well as mechanisms involved in biomineralization pro-
cesses (in which an organic matrix plays an important role
in control of the properties of the mineral phase), are of
great significance.18–20 Calcium carbonate is also a suit-
able model system for the study of formation and growth
of metastable phases and their transformation into the
stable form(s) because it appears in several different so-
lid modifications, three hydrated forms (calcium carbo-
nate monohydrate, calcium carbonate hexahydrate and
amorphous calcium carbonate) and three anhydrous poly-
morphs (calcite, aragonite and vaterite), among which
calcite is the only thermodynamically stable modification
under standard conditions. The investigation of the kinetics
and mechanisms of the processes involved in the precipi-
tation of calcium carbonate modifications helps to eluci-
date of the nature and behaviour of metastable phases in
general and to comprehend the processes in which the
kinetic consideration is of greatest importance. Like-
wise, the investigation of the influence of foreign ions
and molecules (both of inorganic and organic nature) on
the kinetics and mechanisms of the precipitation proces-
ses, as well as on the mode and sites of their possible
incorporation into the calcium carbonate crystal lattice,
shed more light upon the mechanisms of biomineraliza-
tion processes.
CALCIUM CARBONATES
In order to study the fundamental processes involved in
the formation and transformation of calcium carbonates,
some properties of the electrolyte solution from which
the solid phase precipitates and of the possible metastable
and stable solid modifications are necessary to be known.
Certainly, the most important thermodynamic parameters
that influence the overall precipitation process are the
electrolyte supersaturation and the solubility of the solid
phase(s) involved.
Amorphous Calcium Carbonate
Amorphous calcium carbonate, which appears as a »pre-
cursor« in spontaneous precipitation at relatively high
supersaturations, is a rather unstable solid phase, which
undergoes a rapid transformation to more stable anhydrous
forms. Although an amorphous hydrated calcium carbo-
nate was described in 1938,21 we characterized such a sub-
stance much later.22 In the preparation of the amorphous
substance the precipitation was carried out under control-
led conditions (initial reactant concentrations, total volume
of the system, temperature, stirring rate) and the preci-
pitate formed was characterized by electron microscopy,
thermogravimetry, IR spectroscopy and X-ray diffrac-
tion. The precipitate consisted of spherical particles with
the diameter in the range from 50 to 400 nm (Figure 2)
and contained less than 1 molecule of water per mole-
cule of CaCO3. This water was evidently located at dif-
ferent positions inside the substance structure and was
differently bonded. Depending on the way of bonding
(zeolitic or crystalline lattice water) or just entrapping
during the very rapid formation of the particles, a part of
water was released at approximately 200 °C and the rest
was released gradually in the interval from about 100 °C
to about 500 °C. The existence of bonded water was also
confirmed by IR spectroscopy. The infrared spectrum of
the amorphous calcium carbonate was studied in more
detail in the region from 4000 to 400 cm–1 and at the
temperature of liquid nitrogen,23 the temperature to
which the substance was freeze-dried immediately after
preparation and kept subsequently, to prevent its trans-
formation into more stable crystalline polymorphs. Nor-
mal vibration frequencies of the carbonate ion in the amor-
phous form (n1 = 1067 cm–1, n2 = 864 cm–1, n3a = 1490
cm–1, n3b = 1425 cm–1, n4a = 725 cm–1 and n4b = 690
cm–1) were explained and also compared with those in
the three crystalline polymorphs. The broad bands of the
spectrum obtained refer to a poorly crystalline material,
which was also confirmed by X-ray diffraction analysis,
by which no reflections characteristic of the crystalline
material was observed.
The solubility of the amorphous calcium carbonate
was determined in the same experimental set-up in which
the precipitate was prepared. Freshly deionized water was
then added rapidly (within 30 s) into the system conti-
nuously stirred, until the background turbidity (clear so-
lution) was obtained again. The flow rate of the water
added from an automatic burette was calibrated so that
the volume of water could be calculated. The changes in
turbidity were followed by means of a photodetector il-
luminating through the system, and the signal was auto-
matically recorded as a function of time. The solubility
was calculated as the stoichiometric concentration of
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Figure 2. Electron micrograph of the spherical calcium carbonate
particles which are amorphous with respect to IR spectroscopy and
X-ray diffraction. Bar = 100 mm.
CaCO3 in the solution at the moment when the system
became clear. It was possible to apply this method be-
cause the amorphous phase dissolves rapidly when it finds
itself in an undersaturated solution and because the more
stable crystalline phases form relatively slowly although
the system is much higher supersaturated with respect to
calcite, aragonite and vaterite than to the unstable amor-
phous phase.
The thermodymanic equilibrium constant of dissolu-
tion (solubility product) in aqueous solutions of the amor-
phous calcium carbonate, Kso(amorph), was determined in
the temperature range from 10 to 50 °C and the solubility,
cs, was found to be higher than the solubilities of other
calcium carbonate modifications (Table I).
Calcium Carbonate Hexahydrate, CaCO3·6H2O
Two hydrated crystalline forms of calcium carbonate,
calcium carbonate hexahydrate and calcium carbonate
monohydrate, are somewhat more stable compared with
amorphous calcium carbonate. These modifications can
be kept unchanged for a few days at temperatures below
0 °C before they undergo transformation into calcite.
Generally, hydrated forms often precipitate from super-
saturated solutions before the more stable anhydrous
forms, so the knowledge of their properties is necessary.
Calcium carbonate hexahydrate was first prepared and
described as far back as the nineteenth century,24,25 but
its crystallographic properties,26 density27 and crystal struc-
ture28 were not reported until the twentieth century.
In order to determine its solubility, we prepared
CaCO3·6H2O and characterized it by means of optical
microscopy, IR spectroscopy and thermogravimetry.29
Because of its instability at room temperature, all reac-
tant solutions were cooled to less than –10 °C and the
synthesis was performed in a refrigerated room kept at
5 °C. Calcium carbonate hexahydrate crystallized in
well-defined rhombohedral crystals in the size range
10–40 mm (Figure 3), which were found to decompose
at the temperatures above 6 °C. Therefore, the crystals
were kept in a freezer at –15 °C.
According to the thermogravimetric analysis, calcium
carbonate hexahydrate started to lose mass (water) at
about 40 °C and continued up to 300 °C. Nearly all the
water was released at about 140 °C and the peak tem-
perature was found to be 125 °C (at a heating rate of 10
°C/min). The total loss of mass corresponded to 5.9–6
molecules of water per molecule of calcium carbonate.
IR spectra were recorded in the region from 4000 to
200 cm–1. Special precaution was taken to avoid a pos-
sible decomposition of the crystals and cooling at the
temperature of liquid nitrogen was necessary in order to
prevent a loss of lattice water during the analysis. The
part of spectrum in the region from 1800 to 200 cm–1
was recorded at room temperature using KBr (1800–600
cm–1) and CsI (450–200 cm–1) pellets. The absorption
bands appear in the regions characteristic of hydrated
calcium carbonate modifications.23,30 It was found that
the water molecule vibration in the region from 3500 to
3000 cm–1 was composed of at least three bands, the part
of the spectrum from 1700 to 1500 cm–1 corresponding
to the normal vibrations of the carbonate ion. Although
the carbonate ion bands showed some similarities to the
bands of unhydrated modification vaterite,23,31 the lattice
vibrations (450–200 cm-1) were completely different.
The solubility of calcium carbonate hexahydrate was
determined in the temperature interval from 10 to 40 °C
by recording pH during the hexahydrate dissolution in
water (entrance of carbon dioxide was prevented). The
pH value at the solubility equilibrium, obtained by dis-
solving different amounts of the substance in water at the
predetermined temperature until the final constant pH
value was reached, was used for the calculation of cal-
cium carbonate hexahydrate solubility product (or equi-
librium constant):
Ks°(CaCO3·6H2O) = a(Ca2+)eq · a(CO32–)eq (1)
In calculating the activities, seven ionic species were as-
sumed to be present in solution at significant concentra-
tions (Ca2+, CaCO3o, CaHCO3+, CO32–, HCO3–, H+, OH–).
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TABLE I. Solubility of amorphous calcium carbonate
q / °C cs / mmol dm–3 –lg Ks° Standard error
10.0
25.0
40.0
55.0
1.84
1.70
1.53
1.40
6.266
6.393
6.594
6.822
0.009
0.015
0.011
–
Figure 3. Micrograph of the calcium carbonate hexahydrate crystals.
Bar = 20 mm.
The solubility was calculated on the basis of the follow-
ing balance equation:
cs = c(Ca2+) + c(CaCO3°) + c(CaHCO3+) =
c(CO32–) + c(HCO3–) + c(CaCO3°) + c(CaHCO3+) (2)
The results are given in Table II. The solubility was found
to be higher than those of calcite, aragonite and vaterite,32
and lower than that of amorphous calcium carbonate.
Calcium Carbonate Monohydrate, CaCO3 ⋅H2O
The first information on calcium carbonate monohydrate
was given in 1930.33 Later on it was reported on its ex-
istence as a mineral (monohydrocalcite), mainly as a con-
stituent in lake sediments.34,35 According to the reports
on syntheses,35–38 it is obvious that an important part in
the preparation of calcium carbonate monohydrate and in
natural occurrence is due to the presence of magnesium,
some other seawater constituent ions, organic material and
microorganisms. There is also evidence for the powder
diffraction34,35,39,40 and crystallographic data,41,42 as well
as the crystal structure30 of various natural and synthetic
calcium carbonate monohydrates. IR spectra of some of
these substances30,42 and the solubility measurements in
water at 25 °C of a natural specimen40 were reported. This
last paper also gives the free energy of formation and a
standard enthalpy estimation of the specimen. Not long
ago, calcium carbonate monohydrate became the subject
of the electron paramagnetic resonance (EPR) studies of
the radiation effect on calcium carbonates.43 Since then,
some of its isotropic signals have frequently been used
for dating natural carbonates.
In continuation of our studies of metastable calcium
carbonate modifications, the dissolution kinetics and the
solubility of a synthetic calcium carbonate monohydrate in
pure water and in a temperature range from 15 to 50 °C
was investigated.44 Such investigations were undertaken
because of an important problem that arose from disso-
lution of calcium carbonates in natural waters and also
because of the lack of solubility data at different tempe-
ratures.
Calcium carbonate monohydrate, CaCO3 · H2O, used
in the experiments was prepared after the slightly modi-
fied method of Duedall and Buckley.45 In order to char-
acterize the crystals, light microscopy, thermogravimetry,
FT-IR spectroscopy and X-ray diffractometry were appli-
ed. Calcium carbonate monohydrate, the hexagonal mo-
dification of hydrated calcium carbonates, crystallized in
well-defined spherical crystals with diameters between 15
and 30 mm (Figure 4). Thermogravimetric analysis show-
ed that a mass loss of 15.25 % started at about 150 °C
and continued until 274 °C, the peak temperature being
188 °C at the heating rate of 10 °C/min. FT-IR spectra
and X-ray diffraction patterns showed no other absorp-
tion bands and diffraction lines than those of calcium car-
bonate monohydrate,30,46 thus confirming the purity of the
substance.
Solubility was determined by recording pH of the solu-
tion during the dissolution of the monohydrate crystals
in water, preventing any exchange of carbon dioxide be-
tween the air and the solution. The solubility product, pKs°,
was calculated from the pH values measured at the solu-
bility equilibrium (maximum pH) taking into account all
the relevant calcium and carbonate species. The results
obtained are summarized in Table III. Up to the time these
results were published, the only pKs° value found in the
literature was pKs° = 7.60 ± 0.03 determined at 25 °C.40
The difference between this value and the values given
in Table III could be ascribed to the fact that a natural
specimen, usually containing different admixtures, was
probably used in that investigation. In any case, calcium
carbonate monohydrate was found to be more soluble than
anhydrous polymorphs.32
The dissolution kinetic experiments were performed
at 15, 25, 35 and 45 °C and the amount of crystals added
was such that after reaching the equilibrium, an amount
of undissolved crystals was still present in the system.
Among the theoretical models tested, a second-order
surface-controlled process was found to describe best
the mechanism of the dissolution process. The values for
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Figure 4. Micrograph of the calcium carbonate monohydrate spheri-
cal particles. Bar = 20 mm.
TABLE II. Solubility of calcium carbonate hexahydrate
q / °C cs / mmol dm–3 –lg Ks° Standard error
10.0
25.0
40.0
0.43
0.37
0.34
7.245
7.461
7.711
0.001
0.005
0.005
the dissolution rate constants, k, obtained at different
temperatures, and the absolute temperature of the disso-
lution experiments, T, plotted according to the Arrhenius
plot, ln k vs. 1/T, enabled us to calculate of the activation
energy for dissolution of calcium carbonate monohydrate,
Ea = 73.3 ± 6.8 kJ/mol. This, relatively high activation
energy is in support of the proposed mechanism.
Vaterite, CaCO3
Vaterite is the least stable of the calcium carbonate an-
hydrous modifications under standard conditions and trans-
forms easily and irreversibly into one of the two thermo-
dynamically more stable forms (aragonite, calcite) when
in contact with water. Because of its instability, vaterite
is not as wide spread in nature as the other polymorphs
are. Yet, owing to the particular conditions, which stabi-
lized vaterite, preventing its transformation into arago-
nite or calcite, it was found in sediments,47 metamorphic
rocks,48 gallstones,49 fish otoliths and mollusc shells.50
Besides, there are reports on vaterite being the first solid
phase in many spontaneously formed calcium carbonate
precipitates39 and in scale formation,51 in particular. There
are also suggestions47,52 that vaterite has been acting as a
precursor phase in the formation of calcium carbonate geo-
logical sediments. In support to this presumption are the
experimental observations that the unstable phases of cal-
cium carbonate precipitate first from medium and high
supersaturated solutions.1–3,22,51 For an additional study
of these processes and to perceive the nature of calcium
carbonate transformations in contact with aqueous solu-
tions, detailed knowledge about the kinetics and mecha-
nisms of dissolution and precipitation processes in-
volved was necessary.
Therefore, we started with gaining knowledge on the
conditions for vaterite appearance. It was followed by
investigations of the kinetics and mechanisms of its crys-
tal growth and dissolution, which was a basis for the ki-
netic study of vaterite transformation. All this research
was also important in comprehending the processes in
which kinetic considerations are essential.
Preparation. – It is difficult to obtain pure vaterite by
spontaneous precipitation.53,54 Some authors even claim
that it could be obtained at sustained supersaturations
only.55 More frequently vaterite appears in a mixture with
aragonite or calcite, which makes it difficult to study the
kinetics of crystal growth, dissolution and transformation
processes. Therefore, it was essential to develop a repro-
ducible and simple method by which precipitate would
consist entirely of vaterite.56,57 By the proposed method,
vaterite particles were obtained in a very narrow region
of initial reactant (calcium chloride and sodium carbo-
nate) concentrations (c(Ca2+tot) = c(CO32–tot) = 2.5 × 10–3
mol dm–3). At that, the initial pH of the reactant solu-
tions had to be between pH = 9.3 and pH = 9.9. The pu-
rity of the precipitate was confirmed by X-ray diffrac-
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TABLE III. Values of calcium carbonate monohydrate solubility product
q / °C –lg Ks°
15.0
15.0
25.0
25.0
35.0
35.0
35.0
45.0
45.0
50.0
50.0
7.0636
7.0734
7.2120
7.1772
7.2129
7.2155
7.2199
7.3460
7.3662
7.4441
7.4890
Figure 5. Scanning electron micrographs of vaterite crystals.
Figure 6. Size distribution of vaterite crystals given as a histogram
of 128 size classes.
tion and IR spectroscopy, showing that no traces of calcite
were present. Observation by scanning electron micro-
scopy demonstrated that vaterite particles were spheru-
lites with an average diameter of about 3.2 mm (Figure
5). A very high monodispersity of these particles was ob-
tained when the precipitation (nucleation) was initiated
by ultrasonic irradiation,57 using a homogenizer equip-
ped with a microtip (see Figure 6).
Kinetics of Crystal Growth. – The kinetics of vaterite
precipitation from aqueous solution was determined in a
temperature range from about 10 to 45 °C and at ionic
strengths from 15 to 315 mmol dm–3.56 Spontaneous pre-
cipitation of pure vaterite was brought about as described
above. During the experiments the average particle dia-
meter increased gradually up to a final value of approxi-
mately 3.2 mm. The number of particles was of the order
of 107 per cm3, which is a typical value for heterogene-
ously formed precipitate, and did not increase strongly
within the inherently limited range of initial supersatu-
rations. In order to prove this assumption, we compared
the value of interfacial tension, s, which we calculated
by assuming that vaterite precipitated by means of ho-
mogeneous nucleation followed by mononuclear growth58
(s = 34 mJ/m2), with the value estimated from the ge-
neral correlation between interfacial tension and the so-
lubility, Eq. (65) in Ref. 59, (s = 90 mJ/m2). Thus, the
hypothesis on vaterite precipitation being initiated by
heterogeneous nucleation was confirmed.
The induction period was observed in experiments
performed at low temperature (10 °C) and in those made
at different ionic strengths. In all other cases, the preci-
pitate appeared apparently immediately after mixing the
reactants.
After the induction period, the changes of reactant
concentrations were assumed to be the consequence of
the vaterite crystal growth only. Therefore, the data of pH
recorded as a function of time were analysed by means
of a computer program. In the first step, the program
calculated the concentrations and activities of chosen io-
nic species by considering the respective protolytic and
other ionic equilibria. The equilibrium constants as well
as the solubility products for vaterite used were taken from
the paper by Plummer and Busenberg.32 The activity
coefficients, gz, were estimated by means of the Davies
equation,60 and the Debye-Hückel constant, A, at different
temperatures was calculated by means of an interpola-
tion formula based on a table in Robinson and Stokes’
book.61 The amount of precipitate and the average vo-
lume of particles were found from the experimental data
of the initial total concentrations and from the measured
number of particles. In the second step, the computer pro-
gram calculated the crystal growth rate, dr/dt, deter-
mined by numerical differentiation, and the saturation
ratio, S ≡ (a(Ca2+) · a(CO32–) / Ks°)1/2.
The growth kinetics was found to be parabolic,
dr/dt = kgv (S – 1)2 (3)
the rate constants being kgv = 0.180, 0.468, 0.560, 1.250
and 1.860 nm/s at 11.4, 21.7, 25.0, 33.8 and 42.5 °C,
respectively.
Surprisingly, a rather weak dependence of the vate-
rite growth rate on the ionic strength was found (Figure
7). The values of the rate constants in these experiments
at 25 °C were kgv = 0.560, 0.588, 0.594 and 0.610 nm/s
at the ionic strengths 15, 65, 115 and 315 mmol/dm–3,
respectively, which could be represented by the equation
lg (kgv/nm s–1 =
–0.275 + 0.228 [ I / –mol dm 3 / (1 + I / –mol dm 3) –
0.3 I / mol dm–3] (4)
Since we have found no literature data on the activa-
tion energy, Ea, for the crystal growth of vaterite, the
change of the rate constants with temperature, according
to the Arrhenius plot, was determined. The value cal-
culated from the slope of the straight line obtained, Ea =
57.1 kJ/mol, supported the surface reaction controlled
mechanism. However, it was shown that the rate constants
found were in quantitative agreement with those calcu-
lated from the theory of electrolyte crystal growth,59,62
which means that the rate-determining mechanism in the
growth process was the dehydration of calcium ions at
the moment when they integrate in the growth sites.
Kinetics of Dissolution. – Generally, the dissolution pro-
cess takes place in two steps: (i) reaction at the crystal
surface, which involves disintegration of the crystal lattice,
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Figure 7. Plots of the square root of the growth rate, (dr/dt)1/2, as
a function of the relative supersaturation, S – 1, for 25 °C and
various ionic strengths.
hydration of the lattice ions and possibly their diffusion
over a distance in an ion adsorption layer on the crystal
surface, and (ii) transport of thus dissolved matter away
from the crystal surface or the interface region through the
bulk solution, which may take place by diffusion and/or
convection.
Our investigations of the vaterite dissolution kinetics
in aqueous solutions were performed in two sets of ex-
periments, in which either the influence of temperature
(15 to 45 °C) or the effect of ionic strength (50 to 200
mmol dm–3) were studied.57 The vaterite crystals used
were highly monodispersed (2.7 to 4.6 mm), prepared as
described above by means of the ultrasonication method.
The progress of the dissolution was followed by moni-
toring pH as a function of time, from which the concen-
tration of the dissolved vaterite crystals was calculated.
These data were used in calculating the radius, r, of the
spherical vaterite particles and the dissolution rate, –dr/dt,
was determined by numerical differentiation of r as a
function of time, t. Because of very low concentrations
of ionic species, liberated by vaterite dissolution, the pH
measurements were extremely susceptible to contamina-
tion with CO2 from the atmosphere. Therefore, it was
necessary that the CO2 content in water was determined
before each experiment. This value was then used as a
correction in calculating the total carbonate concentration
present in the system. The experimental system was pre-
vented from any further contact with carbon dioxide from
the air.
In both sets of experiments straight lines were ob-
tained when –r(dr/dt) was plotted as a function of under-
saturation, csv – c, which, according to the theory, assumes
diffusion of the hydrated constituent ions away from the
crystal surface into the bulk solution. Therefore, the so-
lubility of vaterite, csv, for the given temperatures was cal-
culated as the value of the total calcium ion concentra-
tion in a saturated solution.
In order to check the assumption of vaterite dissolu-
tion rate being controlled by diffusion, apparent diffusion
coefficients, Dapp, were estimated from the theoretical
equation derived from Fick’s first law:
–dr/dt = D Vm (csv – c)/r (5)
where D is the diffusion coefficient, Vm is the molar vo-
lume and csv is the solubility. The values for Dapp thus
obtained were compared with the diffusion coefficients
of Ca2+ ions calculated from electric conductivities, Dcond,
by means of the Nernst equation63 (see Table IV). Al-
though some small discrepancies between Dapp and Dcond
existed, primarily due to several approximations made in
the calculations, the differences were not large enough
to disprove the diffusion controlled mechanism of vate-
rite dissolution. The possible influence of convection on
the dissolution rate was negligible since the vaterite par-
ticles used in experiments were smaller than about 10 mm
in diameter.63,64 In support to the diffusion rate-determi-
ning dissolution process of vaterite was also the activation
energy, calculated from the slope of the Arrhenius plot,
ln Dapp v.s. 1/T. The value was found to be Ea = 24 ± 2
kJ/mol and was typical of the diffusion of ions in aqueous
solution.
Kinetics of Transformation. – All metastable modifications
of calcium carbonate transform into calcite, the thermo-
dynamically stable polymorph under the conditions of
ordinary temperature and pressure at the Earth surface.
The transformation of aragonite to calcite has more
frequently been reported than the transformation of
vaterite to calcite or to aragonite,53,65–70 in spite of the
assumed role that was given to vaterite in calcium car-
bonate natural deposits.71 When the transformation of
vaterite was studied, the investigation dealt either with
the thermal treatment of vaterite in its dry state53,66,72,73
or with the process in which vaterite seed crystals were
inoculated into low supersaturated solutions.67 There-
fore, we decided to examine the kinetics and mechanism
of vaterite transformation to calcite in a process in which
vaterite was the only solid phase initially precipitated in
the system and in which both vaterite and calcite formed
spontaneously. The aim was also to set an adequate
mathematical model of the overall process.
The kinetics of transformation was studied in aque-
ous solution at temperatures between 25 and 45 °C and
ionic strengths between 15 and 415 mmol dm–3.12 The
propagation of the reaction was followed by recording
pH of the solution as a function of time, and to deter-
mine the precipitate composition during the reaction we
developed a fast and relatively precise procedure for
quantitative analysis of vaterite-calcite mixtures, based
on IR spectroscopy.74 The crystal size distribution and
the particle number density were determined for each
experiment. No correlation was found between the tem-
perature or the ionic strength and the number of vaterite
and calcite particles formed, thus suggesting that hetero-
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TABLE IV. Apparent diffusion coefficients, Dapp, calculated from the
kinetics of vaterite dissolution in experiments at different tempe-
ratures, q, and initial ionic strengths, I, and diffusion coefficients,
Dcond, calculated by means of Nernst equation
q / °C I /
mmol dm–3
1010 Dapp /
m2 s–1
1010 Dcond /
m2 s–1
Dapp / Dcond
15.0
25.0
25.0
25.0
25.0
35.0
45.0
50
50
100
150
200
50
50
5.11
7.39
6.64
6.69
6.86
10.6
13.1
6.05
7.92
7.92
7.92
7.92
10.2
12.7
0.845
0.933
0.838
0.845
0.866
1.039
1.031
geneous nucleation was responsible for the formation of
both solid phases.
In the experiments in which the transformation of va-
terite to calcite was studied, typical experimental step-
like, pH vs. time, curves were obtained (Figure 8). The
first step of the curves corresponded predominantly to the
formation and growth of vaterite during which no calcite
was detected in the precipitate. The second pronounced
fall of pH was a consequence of the disappearance of
vaterite from the system and the growth of calcite crys-
tals becoming the only process taking place in the sys-
tem. The plateau placed between the two steps reflected
the simultaneous participation of three main processes:
the growth and dissolution of vaterite, and the growth of
calcite. From the pH data recorded and the known con-
centrations of reactants added initially to the system, the
molar concentrations and the corresponding activities of
all relevant species at any moment of the process were
calculated. Thus, the value of the saturation ratio corres-
ponding to vaterite being in equilibrium with the solu-
tion at 25 °C was calculated to be Sv/Sc = 1.92. Figure 9
shows the results of the experiments, performed at dif-
ferent temperatures. The calculated total concentration of
calcium carbonate dissolved, ctot, and the measured mass
fraction of calcite present in the solid phase, wc, are
plotted as a function of time. The solubilities of vaterite
and calcite under given conditions are indicated as upper
and lower dashed lines, respectively, and the adequate
curves calculated in accordance with the mathematical
model are also shown. In all transformation experiments,
the concentration plateaus were placed just below the
solubility of vaterite. According to the kinetic model of
solvent-mediated phase transformation, proposed by
Davey et al.,75 it could be concluded that the crystal
growth of calcite (stable phase) was the rate determining
process for the overall transformation of vaterite to cal-
cite. This conclusion was additionally supported by a
mathematical model.
The model was based on the data of mechanisms and
rate constants of three main processes that influenced
the rate of transformation and on the experimentally de-
termined number densities of the crystals formed. The
model also predicted changes of both the solution and
the solid phase during the process. In this connection, the
kinetics and mechanism of calcite crystal growth had to
be determined in separate experiments.
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Figure 8. Changes of pH vs. time during the transformation of
vaterite to calcite at 25 °C and at different initial ionic strengths:
115 (), 215 () and 315 () mmol dm–3. The corresponding
changes of saturation ratio, S, and mass fraction of calcite in the
precipitate, wc, are shown.
Figure 9. Plots of the total concentrations of calcium carbonate,
ctot, in solution and the mass fraction of calcite in the solid phase,
wc, as a function of time at different temperatures: 25 °C (above)
and 45 °C (below). The corresponding model curves and the solu-
bilities of vaterite (upper dashed lines) and calcite (lower dashed
lines) are also shown.
The following differential equations for the kinetics
of the processes involved were used:
(1) Crystal growth of vaterite, previously found to
follow the parabolic rate law, Eq. (3),56
dr/dt = kgv (S – 1)2 = kgv [(c – csv)/csv]2
(2) Dissolution of vaterite, found to be controlled by
diffusion of constituent ions into solution, Eq. (5),57
(3) Crystal growth of calcite, found to be the second
order surface reaction12 (more about it in the section on
calcite),
dr/dt = kc (S – 1)2 (6)
where kc is the growth rate constant of calcite.
These equations were solved numerically using the
initial concentration of calcium carbonate, ci = ctot, at the
time t = 0, the number of particles of both polymorphs
measured in the system, and the initial radii of vaterite
and calcite, rv = rc = 0. One of the principal assumptions
of the model was that both polymorphs nucleated at the
time t = 0, the growth of calcite being much slower than
that of vaterite. This assumption was proved in an
additional experiment.12
Calcite, CaCO3
At ordinary temperature and pressure, calcite is a ther-
modynamically stable modification of calcium carbonate
to which all metastable forms tend to transform. Because
of its importance, mostly in sedimentary carbonate pet-
rology but also in biology, environmental and industrial
processes, this polymorph has been the subject of in-
vestigations by many authors.13–17,52,76,77
Our interest in this stable calcium carbonate modifi-
cation was primarily connected with calcite being the fi-
nal form of all unstable  stable phase transitions and
in this connection with its properties under different
conditions.
Seeded Crystal Growth. – The investigation of the kine-
tics of this process was associated with the study of va-
terite to calcite transformation.12 The crystals of calcite
were prepared using the method for vaterite prepara-
tion,57 with a distinction that the vaterite crystals formed
initially were left in the mother liquor to transform. The
composition of the final product, after filtering and dry-
ing at 105.5 °C, was analysed by X-ray diffraction and
IR-spectroscopy. The substance was found to be pure
calcite, appearing as rhombohedral crystals with the spe-
cific surface area of 0.7 m2 g–1 and an average diameter
of about 3 mm (Figure 10).
The growth kinetic experiments were performed under
the same conditions of initial supersaturation as those of
vaterite transformation, at temperatures between 10 and
55 °C and ionic strengths between 15 and 215 mmol dm–3.
The known amount of the calcite seeds were introduced
in the system and the changes of pH were followed dur-
ing the reaction. For each experiment, the composition
and the particle number density of the solid phase were
analysed to find out if an additional nucleation of vate-
rite or calcite occurred. The growth rates of calcite were
calculated as described for the case of vaterite growth
experiments,56 using the relevant solubility product and
equilibrium constants.
The plots of the square root of calcite growth rates,
(dr/dt)1/2, as a function of the relative supersaturation,
S – 1, gave straight lines, thus indicating that the integra-
tion of ions into the spiral step or the surface diffusion
was the rate determining step (see Eq. (6)).59 The rate
constants, kc, found from the slopes of the straight lines
at different temperatures are given in Table V. These val-
ues were used in setting the mathematical model for the
transformation of vaterite to calcite,12 and also for the
determination of the activation energy for the crystal
growth of calcite, Ea. By using the Arrhenius plot, ln k
vs. 1/T, the best fitted straight line to the points was re-
presented by
ln (kc/m s–1) = –2.446 – 6650 (T/K)–1 (7)
from the slope of which the activation energy was found
to be Ea = 55 ± 7 kJ mol–1. This relatively high value is
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Figure 10. Scanning electron micrographs of calcite crystals.
in support to the surface controlled process (most pro-
bably the integration of ions) of the calcite growth and
can be placed among the values reported in the literature
(from 39 to 155 kJ mol–1).67,78–81
Dissolution. – Generally, the dissolution process takes
place in several steps following one another. When it is a
question of calcite, these steps might be detachment of
the constituent ions from the crystal lattice, their hydra-
tation and diffusion away from the crystal surface into
the bulk solution. The rate-determining step of the over-
all dissolution process is the slowest among these con-
secutive steps. Because of the fact that almost all these
steps occur with a considerable change in the heat content,
a calorimetric method was applied in the study of the
calcite dissolution kinetics in aqueous solutions.82 The
method was tested by using aqueous EDTA solutions,
the medium chosen because the dissolution process was
slow enough to enable the application of the calorimetry
technique. Since the complexing agent was present in the
system, attention was also given to the formation of the
Ca-EDTA complex and its transport from the crystal sur-
face into the bulk solution. The kinetic model describing
the dissolution process and giving an estimate of the
mechanism governing the process was introduced in the
form of Eq. (8)
–dn/dt = k At [EDTA] / mol dm–3)b (8)
where n is the amount of solid CaCO3, t is the time, At is
the total surface area of solid calcite at time t, k is the
rate constant of dissolution, while [EDTA] and b denote
the EDTA concentration in the bulk of solution and the
exponent depending on the mechanism of interaction,
respectively.
Assuming that number of dissolving particles is con-
stant and that the particles are approximately spherical,
the following expression for total surface area was ob-
tained
At = 3mo / r ro {1 – [(no – nt) / no)]}2/3 (9)
where ro is the initial radius of particles, mo is the initial
mass of the solid calcite of density r, no is the initial
amount of the solid CaCO3 and nt is the amount of the
solid CaCO3 at time t.
According to Eqs. (8) and (9), the following expres-
sion was obtained
lg (–dn/dt) = lg krel + 2/3 lg {1 – [(no – nt) / no)]} (10)
where the relative rate constant krel is defined as
lg krel = lg k + b lg [EDTA] / mol dm–3 + lg (3 mo / r ro)
(11)
Enthalpy is proportional to the extent of the reaction,
so that the change of enthalpy could be used for evalua-
tion of the reaction rate. It is obvious that this method
could be applied only for slow reactions. The following
relationship was used
–dn/dt = (C/DrH) (dT/dt) (12)
where T is the temperature, C is the heat capacity of the
system and DrH is the overall reaction enthalpy.
The calcium carbonate used in the experiments (Rie-
del, Germany) was found to be calcite (shown by X-ray
diffraction) with the specific surface area of 0.51 m2 g–1,
which corresponds to the average particle diameter of an
equivalent sphere of ≈ 3 mm. The calorimeter used was
an isoperibolic reaction type,83 and the temperature was
kept at 25.0 °C, changing during the experiment less than
0.005 °C.
The thermograms obtained were interpreted by con-
sidering the heat evaluation due to the dissolution reac-
tion and the heat transfer in the calorimeter. The inter-
pretation of the reaction kinetics was based on the change
of the particle surface area during dissolution. It was found
that the dissolution process was the first-order reaction
with respect to the surface area, indicating that the de-
tachment of the Ca-EDTA complex from the solid phase
surface was the controlling mechanism. The first-order
reaction was reported previously for calcite.84,85 The re-
lative rate constant was determined to be lg (krel/mol s–1) =
–4.71 ± 0.01 and the enthalpy of calcite dissolution
DdH = –12 kJ mol–1. All this confirms the applicability
of the proposed method to other systems and the possi-
bility of using it in the study of precipitation kinetics.
Technological Application. - Apart from their inherent apt-
ness for the pure academic studies, calcium carbonates
are an important technological product, produced on large
scale (so-called precipitated calcium carbonate, PCC).
PCC has a wide application as filler in paper, plastic, paint
and pharmaceutical products, and owing to such a variety
of applications needs to have different physical and che-
mical properties. Among these properties, particle size,
specific surface area and morphology are the most im-
portant. Therefore, the precipitation conditions similar to
those found in the large-scale production of calcium car-
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TABLE V. Values of the rate constants of calcite seeded growth, kc,
determined at different temperatures
q / °C kc / nm s–1
10.2
25.0
34.8
54.5
0.006
0.014
0.049
0.122
bonates, particulary calcite, were studied in this labora-
tory.
The large scale of PCC production is most often per-
formed by a process of slaked lime carbonation, i.e. by
bubbling CO2 gas through an aqueous Ca(OH)2 suspen-
sion in a batch reactor. We investigated a semicontinuous
production of PCC by slaked lime carbonation, in a custom
built bench-scale chemical reactor, controlled by means
of the electronics and software for the personal compu-
ter.86 Such a hardware enabled us to systematically vary
a range of experimental parameters (temperature, super-
saturation, gas mixture flow rate, stirring rate and mass
concentration of Ca(OH)2 suspension) in order to produce
calcite crystals, with different morphological characteris-
tics (rhombohedral, truncated prismatic, scalenohedral,
spheroidal or chain-like agglomerates) or with a specific
surface area. Moreover, in order to identify the effects of
the experimental parameters on the particular PCC and
the process properties (morphology, specific surface area,
CO2 conversion), an empirical approach based on the
experimental design techniques was employed. On the
basis of the performed experiments and analysis, it was
found that temperature and conductivity significantly in-
fluenced the PCC morphology: at low temperatures and
high conductivities, submicrometric calcite crystals with
a large specific surface area were produced, whereas at
high temperatures and low conductivities well-crystalli-
zed micrometric calcite of low specific surface area preci-
pitated. It was also found that the CO2 conversion rate
was significantly influenced by the stirring rate, conduc-
tivity and the gas mixture flow rate.
Influence of Foreign Ions and Molecules
The formation of a particular solid phase, its morpholo-
gical properties and crystal habit depend on precipitation
conditions, such as the initial supersaturation, tempera-
ture, pH, mixing and stirring conditions and the presence
of impurities and additives.39,55,56,87 Consequently, most
of these factors can govern the rate and the mechanisms
of the precipitation processes, among which additives and
impurities of either inorganic or organic nature play an
important role. In recent years, the most intensively in-
vestigated additives concerning precipitation of calcium
carbonates were soluble polymeric and special functio-
nal low molecular weight additives,88–93 as well as the
protein macromolecules isolated from some living orga-
nisms in which CaCO3 was found to be a biomineral
component.94–97 Among the inorganic ions, the influence
of metal ions, divalent metal ions in particular, are of spe-
cial importance, because these ions may co-precipitate
with calcium carbonates, either being adsorbed on the
particle surface or forming solid solutions and occlu-
sions.98,99 The mode of their incorporation is not always
easy to define. In order to study the effect of foreign ions
on the formation and structure of calcium carbonate
polymorphs, their mode and sites of incorporation in the
crystal lattice and their influence on the morphology, we
used a number of analytical methods and techniques.
Effect of Divalent Cations. – Among the possible divalent
cations, the ones essential for living organisms and/or
substitutive for Ca2+ (Mg2+, Mn2+, Cu2+, Sr2+, Cd2+, Ba2+
and Pb2+) were used to study the interactions with vate-
rite and calcite.100 For this purpose, atomic absorption
spectroscopy (AAS), optical and scanning electron mi-
croscopy (SEM), X-ray diffraction (XRD) and electron
paramagnetic (EPR) spectroscopy, along with other stan-
dard analytical techniques were used. Vaterite and cal-
cite crystals were prepared by spontaneous precipitation
under defined conditions.56,57 XRD analyses showed rath-
er broad diffraction lines for vaterite and much sharper
for calcite (Figure 11). Calcite crystallized in well-de-
fined rhombohedra, whereas vaterite spherical particles,
as estimated from the observed broadening, were aggre-
gates of crystallites of 25–35 nm. Doping with foreign
cations was performed by adding particular cation(s) in
the calcium reactant component.
The fractions of metal ions incorporated into the sol-
id phase were determined by AAS. All cations, except
Cu2+, were found to be incorporated in vaterite and the
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Figure 11. Characteristic parts of XRD patterns of vaterite and
calcite.
uptake of Mn2+ was about the same no matter whether
an additional cation was also incorporated or not. The
presence of Mn2+ stimulated the incorporation of Pb2+
and Mg2+, and the amount of Mg2+ in the solid phase in-
creased with the increase of Mg2+ concentration in the
system. The uptake of Mn2+, Cd2+ and Pb2+ by vaterite
was much larger than by calcite.
Ba2+ (ionic radius = 1.35 Å) and Mg2+ (ionic radius
= 0.72 Å) ions substituting for Ca2+ (ionic radius = 0.99 Å)
in the vaterite crystal lattice increased the average vate-
rite particle diameter from ca. 3 mm of the pure vaterite
spheres to ca. 4.5 mm and ca. 5.3 mm in the case of Mg2+
and Ba2+ incorporation, respectively. Doping with Ba2+
also caused an asymmetric change in the crystal lattice of
vaterite. Most probably solid solutions were formed.101–103
On the other hand, Mg2+ did not cause detectable distor-
tion of the vaterite lattice, probably because being smal-
ler than Ca2+ and was incorporated in interstitial positions
of the vaterite crystal. However, Mg2+ affected the shape
of vaterite particles, changing it to a disc-like.
In order to study the local environment in vaterite and
calcite crystal lattice by EPR spectroscopy, Mn2+ was used
as a paramagnetic substitute for Ca2+. Previously, EPR
spectra of Mn2+ impurities in calcite were reported by many
authors,104–106 but there were no literature data regarding
the EPR spectrum of Mn2+ in vaterite. We found that Mn2+
ions were incorporated into vaterite in at least two dif-
ferent environments: (a) segregated into clusters, proba-
bly in the growth zones and (b) substituted for Ca2+ in the
vaterite lattice. The environment of Mn2+ substituted for
Ca2+ in the vaterite lattice was of lower symmetry than
in the calcite lattice.
The EPR spectra of Mn2+ revealed the formation of
calcite due to the presence of Cd2+ or Pb2+ in the vate-
rite-precipitating system. The presence of Cd2+ and Pb2+
in the calcites also caused a perturbation of the crystal
lattice, which was reflected in the local environment of
Mn2+. These results were confirmed by EPR spectra of
the free radicals formed by g-irradiation of vaterite and
calcite in the absence of Mn2+. In elucidation of the cal-
cite formation in the vaterite phase we also used the
valence electron configurations of Cd2+ and Pb2+, which,
in our opinion, has an important role in the interaction of
foreign cations with carbonates.107 The configurations of
Cd2+ and Pb2+ were determined by d and f electrons,
which can participate in the donor-acceptor bond
formation. Since the crystal field around these cations is
thus of different symmetry, the formation of the calcite
structure in the vaterite system is favoured.
A number of free radicals were identified by study-
ing EPR spectra of pure vaterite, such as ·CO3– holes
freely rotating at the surface of crystals, ·CO2– frozen in
the matrix and ·CO2– freely rotating. The alkaline-earth
metal cations (Mg2+, Sr2+ and Ba2+) were found not to
affect the formation and stability of these free radicals
and with their closed electron valence shells most prob-
ably substitute for Ca2+ not perturbing greatly the
vaterite crystal lattice. Cu2+ and Cd2+ were found to trap
electrons by forming Cu+ and Cd+, which led to an
increased formation of freely rotating ·CO3– holes in the
near neighbourhood. With their 3d and 4d, electron va-
lance shell configurations do not incorporate easily into
the vaterite structure and are located mostly at its sur-
face. Only small amounts of these cations incorporate in
the vaterite lattice and perturb it by inducing different
crystal field symmetry. As a consequence, this may lead
to the formation of calcite in the vaterite phase. Our fur-
ther EPR studies of Cd2+ incorporation in vaterite show-
ed the existence of two paramagnetic centres induced by
cadmium doped to vaterite which were most probably due
to Cd ← O–.108 The motion of one of these centres was
completely frozen, which assumed that the centre was
probably incorporated between the tightly packed
crystallites inside the vaterite spherical particles or even
inside the crystallites. The other centre also originated
from an electron trapped on oxygen but most likely lo-
cated on the surface of vaterite spherulites. On the basis
of the location of these paramagnetic centres in vaterite,
the sites of Cd2+ incorporation were determined.
Effect of Inorganic Anions. – Besides the investigations
represented above, a systematic study of the influence of
foreign ions was undertaken, primarily the influence of
Mg2+ in conjunction with some common anions, such as
SO42–, NO3– and Cl–, on the morphology, crystal size
distribution, composition, structure and specific surface
area of the precipitated crystals. It has been shown that
the polymorphism, morphology and structural properties
of calcium carbonate can be controlled by the use of spe-
cific additives, macromolecules, small organic molecu-
les and inorganic ions.109–116 Among the inorganic com-
ponents, Mg2+ has a particularly important role. Under
certain conditions, it can act either as a very effective inhi-
bitor of nucleation and/or crystal growth of calcite110,112
or as a promoter of aragonite nucleation.117 The aim of
our studies was principally to investigate the effects of
both the cation and the anions on the physical-chemical
properties of the precipitated calcium carbonate.118
Calcium carbonate was precipitated by mixing cal-
cium hydroxide and carbonic acid solutions, the latter
solution being prepared by bubbling a high-grade carbon
dioxide stream into water until saturation was achieved.
In order to study the effect of different anions on the pre-
cipitate properties, the respective salt (MgSO4, Mg(NO3)2,
MgCl2, Na2SO4, NaNO3 or NaCl) was added to the cal-
cium hydroxide solution. The experiments were con-
ducted at 25 °C and the propagation of the reaction was
followed by measuring the pH of the solution. The re-
sults of the investigations showed that the incorporation
of magnesium into the calcite crystal lattice depended on
the nature of the co-anions present in the system. For the
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molar ratios ci(Mg2+)/ci(Ca2+) = 1:1 and 2:1 of the initial
solution concentrations, the magnesium content in calci-
te crystals decreased in the series MgSO4 > Mg(NO3)2 >
MgCl2. The highest magnesium content in the calcite
lattice was achieved in the systems with no additional
anions (except OH–), i.e. in the systems in which the dis-
solved magnesium hydroxide was used as the source of
magnesium. It was also shown that there was a clear re-
lation between the morphological properties of calcites
containing magnesium and the concentration of the cor-
responding anion, as well as the amount of magnesium
incorporated into the calcite lattice. The addition of sul-
phate ions, alone, caused the formation of spherical ag-
gregates of the originally rhombohedral calcite crystals.
Calcite was chosen because of its thermodynamic stabi-
lity under standard conditions and also because of the
existence of extensive data on calcite in the literature. EPR
measurements of magnesium calcites precipitated from
solutions of different anions revealed different modes and
extents of magnesium incorporation.
In order to investigate the role of anions separately
from foreign cations, the precipitation system was pre-
pared in the same way as described above, i.e. calcite was
precipitated by using calcium hydroxide and carbonic
acid solutions as reactants. Thus, any possible effect of
ions other than the constituent ions or products of auto-
protolysis of water (Ca2+, CO32–, HCO3–, H3O+, OH–) on
the precipitation of calcite was avoided. Calcite prepared
in such a way can be used as a reference for a number of
different studies. Foreign anions were added to the sys-
tem in the form of calcium salts (CaSO4, Ca(NO3)2 and
CaCl2). A relatively narrow range of the co-anion total
initial concentrations, ci(anion) = 1.0 × 10–4 to 1.0 × 10–3
mol dm–3, was investigated at a moderate relative initial
supersaturation,12,118 S – 1 = 10.38, and at 25 °C.119 This
was necessary in order to minimise the influence of the
kinetic factors, since changes in nucleation and/or growth
rates can cause changes in the growth mechanisms and,
consequently, influence the co-anion incorporation. The
aim was to shed more light upon the mode and sites of
incorporation of these anions into the calcite lattice. For
this purpose, a combination of SEM, XRD, FT-IR, dif-
ferential thermal analysis (DTA), ion chromatography (IC)
and EPR spectroscopy was used. The local environment
by EPR spectroscopy was studied by using Mn2+ as a
paramagnetic substitute for Ca2+.
Under the given experimental conditions, calcite crys-
tals were formed by heterogeneous nucleation and were
considerably monodispersed and small in size, exhibit-
ing a distribution maximum at about 7 mm. The crystals
were rhombohedral and rather uniformly shaped, regard-
less of the co-anions being added to the precipitation sys-
tem or not. Only at the highest concentrations of sulphate
ions used in the experiments (ci(anion) = 1.0 × 10–3 mol
dm–3), a slight tendency toward crystal aggregation was
obtained. As observed earlier,118 the effect of sulphate ions
on the aggregation of calcite crystals was more pro-
nounced in the systems in which the initial supersatura-
tion, and consequently the growth rate, was much higher
(S – 1 > 30, pHi > 10.5). In that case, the spherical ag-
gregates of calcite crystals were obtained.
EPR spectra showed that the distortion of the calcite
lattice from axial symmetry was achieved by the addi-
tion of SO42– or Cl–, but no effect of the kind was ob-
tained when NO3– was added. The addition of SO42– also
showed a pronounced uniaxial strain of the threefold axis.
This suggested that although SO42– ions match the charge
of the calcite CO32– groups, they produce larger uniaxial
strain than NO3– or Cl–. Similar results were obtained by
XRD. It was shown that NO3– did not have any effect on
the diffraction pattern of calcite and such was the effect
of chloride ions. However, chloride ions caused a slight
increase of the diffraction peak full width half maxima
(FWHM) as the initial concentration of these anions in-
creased in the system. Since this effect indicated a reduc-
tion of the overall crystallinity, this suggested a probable
incorporation of chloride ions into the calcite crystal struc-
ture. Sulphate ions, expectedly, showed the pronounced
effect because they were not only incorporated in the cal-
cite structure but they also induced a reduction of calcite
crystallinity.
According to the undertaken analyses of calcite sam-
ples, the respective co-anions were incorporated into the
calcite crystal lattice to a certain extent. The incorpora-
tion of sulphate ions was found to be the most extensive.
Therefore, further discussion on the co-anion incorpora-
tion will be reduced to the effect of the sulphate ion. Thus,
the DTA results of pure and sulphate doped calcites sup-
ported the conclusion of sulphate being incorporated into
the calcite structure. An edothermic peak at 810 °C ob-
tained for pure calcite, denoting its decomposition by loss
of CO2, was shifted by 15 °C toward lower temperatures
when the sample was prepared by the addition of sulphate
ions. Such a shift could be induced only by the sulphate
ions incorporated into the calcite structure, thus causing
its destabilisation. IC also showed that the content of
sulphate ions in calcite increased by increasing the amount
of CaSO4 added to the precipitation system.
Based on the XRD, EPR spectroscopy and IC ana-
lyses, a simplified model which attempts to explain the
mode and sites of sulphate ion incorporation into the cal-
cite crystal lattice was proposed. According to the model,
carbonate ions are partially substituted by sulphate ions
causing a distortion of the calcite unit cell. The degree of
disorder along the c axis is much higher than along the
other two axes, which is a consequence of substitution
of the tetrahedral sulphate for the planar carbonate ions
(Figure 12).
Influence of Organic Substances. – The precipitation of
calcium carbonate in natural waters, especially in seawater,
is often influenced by the presence of dissolved substan-
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ces, such as Mg2+, phosphates and organic substances. Most
of these substances act as inhibitors of calcium carbonate
precipitation,120–122 yet if the precipitation occurs, these
substances often act as promoters of a certain calcium
carbonate polymorph, aragonite in particular.123 The aim
of the study presented in this section was to give an insight
into the influence of organic matter on the precipitation
of calcium carbonates and on the surface charge of the
particles formed. The precipitation was brought about with
solutions containing calcium and carbonate components
in the concentrations similar to those in seawater. The
ionic strength was adjusted by the addition of NaCl into
the calcium reactant solution, and the organic substance
(propionic, citric or fulvic acid) was added into the car-
bonate reactant solution. The precipitation process was
followed by recording pH, the electrophoretic mobilities
of the resulting solid particles were measured and the
electrokinetic potentials, z, calculated. The particles ob-
tained were found to be vaterite of the average size of
3.0 mm. Their number was of the order of 107 per cm3
and the specific surface area was 9.0 m2 g–1. The elec-
trophoretic mobility measured when the system was as-
sumed to be in equilibrium showed a positively charged
surface, z = 18.1 mV, at pH = 8.3. By changing pH of
the system, the z-potential of vaterite was found to be
positive in the range from pH = 7.5 to 10.0, the isoelec-
tric point being pHiep = 9.9. It was also found that the
absolute value of the z-potential of calcium carbonate
depended largely on the solid phase amount and the sur-
face area of the sample.
Fulvic acid was found to be the inhibitor of both the
nucleation and crystal growth of calcium carbonate. The
addition of even very low concentrations of fulvic acid
to vaterite significantly reduced the z-potential and re-
versed it to negative. This was a clear indication that fulvic
acid adsorbed on the positively charged sites of vaterite
surface, thus disabled its crystal growth. Because of such
findings, it is not probable to observe the precipitation of
calcium carbonate in natural seawater, where fulvic acid
is a common substance, or to find positively charged cal-
cium carbonate particles.
Citric acid reduced the positive charge of vaterite par-
ticles causing a partial inhibition of the vaterite crystal
growth. By increasing its concentration in the system,
citrate completely inhibited the precipitation of vaterite,
by adsorbing on the growth sites at the vaterite surface,
and promoted the formation of calcite.
Propionic acid showed no such effects on the preci-
pitation and surface charge of the vaterite particles form-
ed. This was an indication that probably simple organic
molecules would not influence the calcium carbonate
precipitation and their charge in natural waters.
CONCLUSIONS
Extensive and systematic investigations of calcium car-
bonate polymorphs and hydrates have been performed
in the Laboratory for Precipitation Processes during the
last nearly twenty years. The concentration domains for
the formation of initial pure modifications, subsequently
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Figure 12. Schematic representation of the model showing: (a) the calcite crystal lattice cell, and (b) the possible mode and site of
sulphate ion incorporation (with permission of the European Journal of Inorganic Chemistry).
used in the investigations, have been determined. Besides,
the thermodynamic parameters, such as the temperature
dependence of the solubility products of amorphous
calcium carbonate, calcium carbonate monohydrate and
hexahydrate, have also been determined:
amorphous CaCO3
–log(Ks°) =
6.1987 + 0.005336 (q/°C) + 0.0001096 (q/°C)2
CaCO3 · H2O
–log(Ks°) =
(7.050±0.029) + (0.000159±0.00019) (q/°C)2
CaCO3 · 6H2O
–log(Ks°) =
7.1199 + 0.011756 (q/°C) + 0.000075556 (q/°C)2
The prepared solid phases have been thoroughly cha-
racterized by means of different instrumental techniques,
such as electron microscopy, IR and/or EPR spectrosco-
py, and some of the results obtained are the first of the
kind described in the scientific literature. This also re-
lates to the results obtained in the study of the influence
of inorganic and organic additives on the vaterite and
calcite formation, and to the incorporation of these ad-
ditives into their crystal lattices.
On the basis of the data on the crystal growth and
dissolution kinetics of different calcium carbonate phases,
it may be concluded that for a given range of conditions,
the vaterite and calcite growth, as well as the calcite dis-
solution, are predominantly surface controlled processes.
However, the dissolution of vaterite and calcium carbo-
nate monohydrate is controlled by diffusion of ions away
from the particles’ surface to the bulk of solution.
The precipitation of calcium carbonates has also been
investigated in the systems in which precipitation was
initiated by carbonation of Ca(OH)2 suspension, which
is a common way of the large-scale calcium carbonate
production. The experiments and statistical analysis have
revealed that submicrometric calcite crystals with a high
specific surface area can be produced at low temperatu-
res and high conductivities, whereas micrometric calcite
can be produced at relatively high temperatures and low
conductivities.
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SA@ETAK
O kalcijevim karbonatima: od osnovnih istra`ivanja do primjene
Ljerka Bre~evi} i Damir Kralj
Pojavljivanje neke ~vrste faze iz vodene otopine, poznato pod pojmom talo`enje, odgovorno je za nastaja-
nje brojnih prirodnih materijala i tehnologijskih proizvoda. Zbog toga je, u podru~jima kao {to su geologija,
oceanologija, biomineralizacija, medicina, bazi~na kemijska i farmaceutska industrija, neophodno poznavanje
mehanizama osnovnih procesa talo`enja. Kalcijevi karbonati su veoma prikladan modelni sustav za istra`ivanje
tih procesa. Zbog njihove niske topljivosti mogu}e je posti}i {iroki raspon po~etnih prezasi}enosti sustava, {to
onda omogu}uje uspostavljanje uvjeta pri kojima neki odre|eni proces prevladava. Kalcijevi se karbonati mogu
javljati u {est razli~itih modifikacije (polimorfnih i hidratnih). U posljednjih su dvadesetak godina u Laboratori-
ju za procese talo`enja provo|ena sistematska istra`ivanja uvjeta nastajanja, kristalnoga rasta i transformacije
amorfnog kalcijeva karbonata, kalcijeva karbonata heksahidrata, kalcijeva karbonata monohidrata, vaterita i
kalcita. Prikazan je pregled obavljenih istra`ivanja.
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